In 1916, G. N. Lewis published a paper on the chemical bond in nonionic substances, entitled "The Atom and the Molecule" (1) . The Bohr theory of the atom, postulated a few years earlier, suggested the possibility of a rational explanation for the patterns of chemical combination shown by the elements that had earlier led to the periodic table. Using essentially empirical concepts along with his chemical intuition, Lewis produced a credible basis for how covalently bonded molecules are held together. Papers in this Journal (2) (3) (4) (5) (6) (7) (8) (9) (10) indicate that Lewis theory is still very widely used. The issue to be addressed here is whether this system, from the man sometimes described as the best scientist of the 20th century not to be honored with a Nobel Prize, ought still to be employed today.
Prior to Lewis, chemists seeking to explain valence tended to be confused by the fact that some chemical compounds are ionic, but other molecules are totally nonpolar. Lewis argued that the crucial concept was the inherent stability of the full octet of electrons (1) . He saw a sodium atom and a chlorine atom achieve this in sodium chloride by electron transfer, whereas in a dihalogen, X 2 , each X atom achieves this by electron sharing:
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Difficulties with the Lewis Theory
Since Lewis's seminal paper (1) and his book (11) , several relevant discoveries have altered the picture:
1. Heisenberg's uncertainty principle has invalidated the Bohr atom.
2. Quantum theory has shown that electrons occupy orbitals of several types, each with a different shape and symmetry.
3. Some of the noble gases have been shown to form compounds, so the electronic configuration of a noble gas does not necessarily confer chemical stability.
4. Leaving aside the molecule H 2 , which is clearly a special case, Lewis structures of stable molecules may show a total of only 2 or 4 or 6 electrons around an atom. This suggests that "the complete octet" cannot be a firm guiding precept.
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The Empirical Theory of Valence
If one suggests that the theory of G. N. Lewis has deficiencies, one will be asked what should be used in its place when introducing chemical valence. The simplest version of covalent bonding would be the totally empirical approach, that most atoms have a capacity to share electrons with another atom or atoms, each pair of shared electrons constituting one chemical bond. Thus an H atom can bond in this manner with another H atom and we may denote the consequence as H-H, where the line between the two atoms signifies the covalent bond between them. The presence of only one such line from each H atom reflects the fact that it has a valency of one, which is satisfied in the molecule H 2 .
The valency of an atom is thus an integer and for the second row of the periodic table these are 1 for Li, 2 for Be, 3 for B, 4 for C, 3 for N, 2 for O, 1 for F, and 0 for Ne. So we may cite examples of molecules, each involving one or two elements, in which the valency of each atom is satisfied:
We may note that once we go beyond diatomic molecules, the question of molecular shape arises. Our empirical system provides no guidance on this matter. For elements of higher atomic number in later rows of the periodic table, the valency tends not to be such an immovable feast, especially when in combination with very reactive elements like fluorine or oxygen. Thus bromine forms the fluorides BrF, BrF 3 and BrF 5 and so can have valencies of 3 or 5 as well as the normal value of one. Likewise, iodine can have valencies of 3, 5, and 7 as well as one. The behavior of the noble gases fits a similar picture. The normal valency is zero, but Kr may have a valency of 2 and Xe of 2, 4, or 6.
The scheme outlined above can be claimed to work quite as well as does the Lewis theory (1). Like the latter, it has its limitations and it may be desirable, at a later stage, to progress to a more thorough treatment of covalent bonding. The chosen treatment must depend on the aim. If one is trying to train theoretical chemists, then one needs to give a thorough course in quantum mechanics. But if one is aiming merely to achieve a better understanding of the bonding in covalent molecules, organic and inorganic, preferably without too much difficult mathematics or too many obscure concepts, then rigor may reasonably be sacrificed in the interests of simplicity.
Upgrading the Empirical Theory
As we all know, an exact solution for the wave function for even the simplest molecule is not possible, even if sophisticated calculations can get acceptably close to the "correct" answer. The recognized channels of approximation that were
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employed by the pioneers are the valence bond (VB) method and the molecular orbital (MO) method. Each can claim significant successes, and proponents of each have received international recognition. But while a course in quantum mechanics should treat both methods, a simplified introduction to valence theory should deal with only one. Rationally, the choice of which one should be based on which would be the more illuminating in this particular context. A single sentence from the authors Murrell, Kettle, and Tedder (12) presents one considered view of this contest: "Valence Bond theory, in its simplest form gives, in general, a less satisfactory picture of bonding than does Molecular Orbital theory in its simplest form."
However, when simplified descriptions of valence are employed in an introductory chemistry course these have tended, largely for historical reasons, to be based on VB theory. In part this may be because the first quantum mechanical treatment of the shared pair of electrons was that of Heitler and London, which used what we now recognize as the valence bond approximation. Perhaps also it may be a legacy of the influential writings of Linus Pauling (13) , the most famous apostle of VB theory.
For students not majoring in chemistry, especially if they are in the biological or biomedical area, the case for advancing from an empirical view of chemical bonding to a simple version of MO theory is very strong, since MO concepts are so widely employed in the teaching of organic chemistry. Moreover, MO theory readily rationalizes molecular shape and molecular rigidity. Thus there is free rotation around the C-C bond in ethane, since this will not interfere with the axially symmetrical σ bond, but no such rotation around the C=C bond in ethene, where the formation of the π bond requires a particular geometry, namely a totally planar molecule.
From the MO treatment of benzene, invoking the idea of delocalized π electrons, one can well appreciate that the chemical shift of aromatic protons will be quite different from that of olefinic protons, influenced by a localized π bond. Also, Hückel's (4n + 2) rule explains why benzene and the cyclopentadienide anion, C 5 H 5 ᎑ , are so stable, whereas cyclobutadiene is nonexistent and cyclooctatetraene is olefinic rather than aromatic in its behavior. To interpret the latter two molecules, VB theory has to rely on the effects of uncongenial bond angles.
Compared to N 2 , the molecule O 2 is very reactive and has quite a low bond dissociation energy. Also, O 2 is paramagnetic, a known characteristic of molecules like NO with an odd number of electrons, but not of homonuclear diatomic molecules like Li 2 , F 2 , or N 2 . The structure of O 2 is readily explained by MO theory, which assigns two electrons to the degenerate antibonding π* orbitals, with parallel spins. Antibonding orbitals are also invoked to interpret the electronic spectra of organic molecules like alkenes and ketones. A qualitative version of MO theory, sufficiently detailed to illuminate issues such as those mentioned above, has for this reason been presented in a first-year university text (14) for students of the biomedical sciences.
There is one important point of pedagogy. If, before being introduced to MO theory, students have been using the Lewis structure approach, then an unlearning process is necessary before MO can be appreciated, and this unlearning can be extremely difficult to achieve. But for students nurtured on the empirical approach to covalent bonding outlined in the previous section, nothing needs to be dumped in order to embrace MO theory.
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